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Polyaminopolycarboxylic acids have been studied for their ability to complex 
with various transition metal ions. Polyaminopolycarboxylic acids are of particular 
interest due to their ability to form multiple chelate rings with transition metal ions. 
Three analogs of EDTA have been successfully synthesized and characterized by i3C 
NMR: 1,3 PDTA (1,3-propylenediaminetetraacetic acid), 1,3-PDTP (1,3-
propylenediaminetetrapropionic acid) and EDTP (ethylenediaminetetrapropionic acid). 
These ligands were then combined with copper (II), iron (III), cobalt (II) and nickel (II) 
to form complexes. The complexes formed were analyzed using UV-Vis, and the 
stability constants of the complexes were determined using potentiometry. 
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I. INTRODUCTION 
A. History of Coordination Compounds 
Coordination compounds consist of a metal atom or ion surrounded by various 
ions and/ or molecules, generally referred to as ligands. The concept of coordination 
compounds is credited to Alfred Werner. During the late 1800's, Werner studied the 
complexes of cobalt and platinum. His initial work included complexes with ammonia, 
but he later extended his theory to complexes with other ligands, such as hydrates, 
cyanides, thiocyanates, amines, and carbonyls. Werner suggested that the metal was the 
central species and was surrounded by a constant number of molecules and/ or ions. He 
reasoned that the attractions, which held the ions and/or molecules close to the metal 
center, were due to a secondary valency. Werner believed that the number of ligands 
attached to a particular metal center depended on both the nature of the metal center and 
the type of ligand surrounding it. He introduced the term coordination number to indicate 
the number of sites available on the metal to which a ligand may be attached. For 
example, the cobalt and platinum complexes that Werner studied, containing ammonia 
and chloride ligands, were typically assigned a coordination number of six, indicating 
that six ligands were attached to the metal ion.1 
His insight into these complex species was quite remarkable considering that an 
electronic theory of valence had not yet been proposed. Since no theory existed to 
support his secondary valence theory, it was ignored during his lifetime. During 
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thel920's and 1930's, the theories explaining the electrons' contribution in bonding 
began to take shape, and Werner's coordination theory was accepted. 
Two important contributors to electronic theory were G. N. Lewis and N. V. 
Sidgwick. Lewis developed a bond theory that labeled a species as an acid or base, 
depending upon the ability of the species to donate or accept electron pairs. In his theory, 
referred to as the Lewis acid-base theory, an acid was defined as any molecule or ion 
with the ability to accept electron pairs. A base was defined as any molecule or ion with 
the ability to donate electron pairs. Sidgwick labeled these units as acceptors or donors. 
Sidgwick also introduced the concept of coordinate covalent bonds. Coordinate covalent 
bonds are formed when the electron pair forming the bond is donated by the same atom. 
Coordinate bond theory explains the bonding in many coordination complexes.2 It is 
essential to recognize that the ligands are not transferring electrons completely to the acid 
but are sharing the electrons in the formation of covalent bonds.3 
Lewis acids and bases may also be classified as electrophiles and nucleophiles, 
which are typically terms used by organic chemists. Lewis acids, or electrophiles, are 
electron deficient. Some examples of Lewis acids are positive ions, such as metal ions; 
molecules formed by elements in the first row of the periodic table lacking a complete 
octet; and compounds in which the octet of the central atom may be expanded, by use of 
d orbitals. Lewis bases, or nucleophiles, are electron-rich species, often referred to as 
ligands. Some examples of Lewis bases are negative ions, such as the OH" ion, CN ion 
and F ion. Other examples include molecules with one or more lone pairs of electrons, 
such as ethylenediamine, and molecules having carbon-carbon multiple bonds, such as 
ethene. Molecules that have one or more lone pairs are good possibilities of species that 
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will act as ligands. Almost all molecules containing trivalent nitrogen or phosphorus and 
divalent oxygen or sulfur are capable of acting as ligands.3 The number of lone pairs of 
electrons that a ligand can donate to a metal species is called denticity. Ligands that have 
only one lone pair available for bonding are labeled as monodentate ligands. Examples 
of monodentate ligands include ammonia, water, pyridine, chloride ions and hydroxide 
ions. Ligands with two atoms possessing lone pairs available for bonding are called 
bidentate. Examples of bidentate ligands are ethylenediamine and hydrazine. Ligands 
with multiple pairs of electrons available for bonding are known as polydentate. Ligands 
having two or more donor sites may act as chelates. The term chelate was introduced in 
the 1920's by Morgan and Drew and is derived from the Greek word chela referring to 
the "claw" of a crab or lobster.4 When a polydentate ligand binds to a metal ion through 
two or more donor atoms , a ring forms involving the ligand and the metal center. When 
a tridentate or higher ligand attaches to a metal center, there is the possibility of multiple 
ring formation. 
An example of this type of coordination is exhibited by 
ethylenediaminetetraacetic acid (EDTA) binding to an iron(II) metal center. (Figure 1) In 
this example, five chelate rings form, and all the rings are five-membered rings. 
Generally, five- and six-membered chelate rings are the most stable. Smaller rings 
generally have a significant amount of strain associated with them, and they are less 
stable. Larger rings have an increased problem in attaining the proper orientation, so they 
are unlikely to form in the first place. In general, chelating agents form very stable 
complexes with metal centers. This phenomenon is referred to as the chelate effect and is 
o 
c. 
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Figure 1. Iron(II)-EDTA complex5 
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primarily an entropy effect. To fully understand the relationship between entropy and the 
stability of a complex, it must be remembered that the equilibrium expression for a given 
reaction is related to the free energy change of the system. 
AG = RTlnK 
The free energy change of the system in turn depends on the enthalpy change and entropy 
change of the system according to the following equation: 
AG = AH° - TAS° 
For many coordination reactions the difference in AH between chelate and non-chelate 
complexes is small. However, the difference in AS is often significant and is therefore 
the primary driving force for the preference of chelate complexes over non-chelate 
complexes. In the formation of chelate complexes, any monodentate ligands bound to the 
metal center are replaced by the chelating agent. This results in more free ligands in the 
solution, which increases the entropy (disorder) of the system. 
The increase in stability of chelate complexes versus monodentate complexes is 
illustrated by the following example. The stability constant, K, for copper(II) when 
bound to monodentate ammonia ligands is 1012, but when copper(II) is bound to bidentate 
ethylenediamine the stability constant is 1019. 6 
Cu+2 + 6 N H 3 ^ [ C U ( N H 3 ) 6 ] + 2 
Cu+2 + 3 en ^ lCu(en)3]+2 
The increase of seven orders of magnitude indicate that the ethylenediamine complex 
with copper(II) is much more stable, even though ammonia and ethylenediamine both 
6 
bind through nitrogen donors. The difference in stability is attributed to the increase in 
entropy explained by the chelate effect. 
While Lewis acid-base theory and the chelate effect provide general information 
about how the components of a coordination complex bond together, they do not provide 
information regarding the strengths of the acids and bases. The strengths of bases can be 
quantified with respect to particular acids, and in aqueous solutions, base strengths can be 
tabulated using the proton as a reference acid. However, no such scale has been 
developed for Lewis acid strengths, partly due to the ability of Lewis acids to react 
readily with water. Using the proton reference, it has been determined that bases 
containing nitrogen, oxygen or fluorine as the donor atom function as stronger bases than 
those containing phosphorus, sulfur or iodine. However, in reaction with acids such as 
mercury(I), copper(I) and platinum(II), phosphorus ligands tend to form more stable 
complexes than nitrogen ligands.7 
Pearson attempted to explain this phenomenon by using a hard-soft classification 
for acids and bases. According to Pearson's theory, hard acids prefer to bond to hard 
bases and soft acids prefer to bond to soft bases. Factors such as electronegativity, size, 
charge or oxidation state, electronic structure and nature of attached groups are 
considered in determining whether an acid or base is labeled hard or soft. Donors having 
high electronegativities, low polarizability, and high ionization energies are considered 
hard, while donors having low electronegativities, high polarizability and low ionization 
energies are considered soft. With metal ions, the hardness of an acid increases as the 
oxidation number increases. In zero and low oxidation states, metals generally act as soft 
acids, so they react with soft ligands, like phosphines and carbon monoxide. In general, 
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the transition metal ions become softer from top to bottom and left to right on the 
periodic table.8 
The further understanding of the strengths of acids and bases has allowed many 
researchers to explore the area of coordination chemistry for many applications. Organic 
chemists are increasingly interested in using various metals as Lewis acid catalysts for C-
C bond forming reactions, addition reactions and polymerization reactions. 
Coordination complexes are also used in the medical field. Radioactive complexes are 
used in imaging and therapy for cancer patients. Metals complexes are also used in 
industry as dyes in optical materials, energy conversion devices and solar cells and as 
phosphors for display devices. 
An example of the importance of coordination chemistry is in the research of 
porphyrins. Porphyrins are a group of molecules that play a very important role in 
biological function. They are responsible for the transport and storage of oxygen in 
living tissues, as part of the heme complex. Porphyrins can be reduced to a class of 
compounds called chlorins, which are important to the photosynthesis process in plants. 
By introducing a metal into the cavity of porphyrins, the nitrogen atoms on the inside of 
the ring are shielded from protonation, thus the desired acid/base chemistry can still take 
place without disruption of the nitrogen atoms in the system. The most commonly used 
metals for this purpose are copper(II), nickel(II) and iron(III).9 
B. Polyaminopolycarboxylic Acids 
Polyaminopolycarboxylic acids are a class of ligands with both amino and 
carboxylic acid donors in one molecule. To better understand the structure and 
characteristics of this type of molecule, a general discussion of the anatomy of the ligand 
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follows. The following structure has two distinct parts: the amino backbone, which 
contains two or more amine groups, and pendant carboxylic arms, which each contain a 
carboxylic acid group. Each of these groups play an important role in the coordination 
capabilities of the ligand. Because these ligands generally bond to the metal center 
through both the amine and carboxylic groups, multiple chelate rings are formed. The 
amino backbone forms a central "anchoring" chelate ring with the metal center. The 
pendant carboxylic arms then surround or "encapsulate" the metal center with additional 
chelate rings. 
HOOC 
HOOC 
Pendant Arm 
C O O H 
COOH 
Amino Backbone 
Anatomy of a Ligand (EDTA) 
The ability of polyaminopolycarboxylic acids to form multiple chelate rings with 
various metal cations is the primary reason why this type of ligand is used in so many 
applications. For example, polyaminopolycarboxylic acids, such as 
diethylenetriaminepentaacetic acid (DTPA), are currently used in MRI contrast agents 
when complexed with paramagnetic metal ions. The metal ion currently in clinical use is 
gadolinium(III). The commercial names of the agents are MAGNEVIST (GdDTPA, 
Bertex Laboratories), OMNISCAN (GdDTPA-BMA (DTPA-BMA={bis-[2-
(carboxymethylmethyl- carbamoylmethylamino)ethyl]amino} acetic acid), Nycomed), 
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ProHance (GdHP-D03A (D03A=1,4,7-tris-tert-butoxycarbonylmethyl 1,4,710-
tetraazacyclododecane), Squibb) and DOTAREM (GdDOTA(DOTA= 1,4,7,10-
tetraazacyclododecane-. N,N',N",N'"-tetraacetic acid), Guerbet). The paramagnetic 
metals act in the contrast agents by increasing the relaxation time of water protons near 
the metal ion. The relaxation time increases due to interactions between the electronic 
spins of the paramagnetic metal and the proton nuclei. The result is a contrast between 
normal and diseased tissue. Since a limited number of metal ions are suitable for use as 
contrast agents exists, the ability to improve the properties of these reagents lies within 
the ligand design. By modifying the ligand, the kinetic and thermodynamic stability of 
the complexes changes, so optimization of the ligand-metal complex can lead to better 
contrast reagents.10 
Polyaminopolycarboxylic acids have also gained popularity as effective ways to 
remove unwanted metals. For example, EDTA is often used to treat lead poisoning in the 
medical field. EDTA binds to the lead ions, forming a stable, non-toxic complex. The 
complex then exits the body through normal excretory methods. 
EDTA, 1,2-PDTA (1,2-propylenediaminetetraacetic acid), EDDS (S, S'-
ethylenediaminedisuccinic acid and NTA (nitriloacetic acid) are commonly found in 
household items. Because they bind to metals and form complexes that are relatively 
stable, they effectively remove ions in the complexed form. Depending on the particular 
metal it is bound to and the strength of the complex, it may remain complexed to that 
metal or form a complex with a metal that has a higher stability. For this reason, it is 
important to determine the relative order of stability of EDTA with various metal ions. 
Environmentalists have concerns about the introduction of EDTA and related 
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polyaminopolycarboxylic acids to water systems. There is fear that these types of ligands 
may ultimately present problems of bioavailability of certain metals. For example, if 
EDTA binds preferentially to calcium above all other metals present in a natural water 
system, then eventually the source of calcium ions will be depleted, causing an imbalance 
in metal speciation.11 Further study of these compounds is necessary to find improved 
properties, such as biodegradability of ligands. 
Polyaminopolycarboxylic acids have the potential to be useful in determining the 
quantity of trace metals present in natural systems, like river, lake and sea waters. 
Analytical separations may be achieved by attaching selected ligands to resins. By 
tailoring the system, the resins may be selective for a particular metal ion, in which case 
the suspect metal may be separated from a system containing many metals. 
Polyaminopolycarboxylic acids are also used in household items like shampoo. 
The ligands bind very well to metals like calcium and magnesium, which are found in 
hard water. When bound to polyaminopolycarboxylic acid ligands, the complex renders 
the metal ions relatively inert, so that they cannot cause damage to hair by removing 
essential nutrients. 
C. Stability Constants 
Stability constants are a quantitative measure of the stability of a compound 
relative to its surroundings. When a metal ion reacts with a ligand, the water molecules 
surrounding the metal ion are replaced stepwise. It may be represented as follows, where 
the metal ion is represented as M+x and the neutral monodentate ligand is represented as 
L: 
[M(H20)J+x + L - [M(H2OV,Lr + H20 
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When the equilibrium lies to the right, a coordination complex has formed between the 
metal and the ligand, displacing the water or previously coordinated groups. 
For simplicity, the equilibrium is usually written as: 
M + L ^ ML 
The overall formation constant (Kf) is represented by the following equilibrium 
expression: 
Kf = WJH 
[M]+x [L]n 
Since the constants occur over a large range, they are usually reported on a logarithmic 
scale. In general, a complex with a stability constant of 108 or greater is considered 
thermodynamically stable.12 
Polyaminopolycarboxylic acids have the ability to bind multiple sites on each 
metal center. Ligands in this class, such as EDTA, have the ability to bind to a metal in a 
hexadentate fashion. If all six possible sites of attachment bind to a metal, the geometry 
of the complex would be octahedral or distorted octahedral. Factors such as ionic radius 
and ionic potential (the ratio of charge to size) of the metal center play a role in the ability 
of a complex to form and the strength of that formation. Typically, as the charge of the 
metal increases, the likelihood of complex formation also increases. Generally, it is 
much more difficult to predict trends of complex formation and stability based on size. 
The following table lists the stability constants of some EDTA complexes with various 
metal ions. Though there are various methods of determining stability constants, 
potentiometry is one of the simplest experimentally. In this type of measurement, the 
potential of the system is measured using a working electrode and a reference electrode. 
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Table 1. Stability Constants of EDTA Complexes13 
Metal ion Log K for EDTA 
Ag+ 7.3 
Ni2+ 18.6 
Cu2+ 18.7 
Fe3+ 25.1 
Co3+ 36.0 
The working electrode usually consists of a piece of metal comprised of the same metal 
as the metal ion of interest. The most popular types of reference electrodes are 
silver/silver chloride electrodes and saturated calomel electrodes (SCE). Both the 
working and reference electrodes are connected to a voltmeter. Since many pH meters 
have the capacity to read volts or millivolts, it is plausible to use a simple pH meter to 
read the potentials of the system. 
The potential of the system is related to the cathode and anode in the following 
way: 
p _ p p 
'-'system '-'cathode a^node 
The cathode potential is related to the concentration of free metal ion in the solution 
using the Nernst equation. The anode potential in this system is constant and determined 
by the reference electrode used. The system is set up so that the amount of ligand added 
is in excess to ensure that the maximum amount of metal ion is bound in a complex with 
the ligand. To determine the free metal ion concentration, the following equation is used, 
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where SRP stands for the standard reduction potential of the metal, and n represents the 
number of electrons in the reduction: 
Esystem = SRP-0.05916 log —1— - Eanodc 
n [M+x] 
Using the metal ion concentration calculated above, the K'f value may be calculated. It is 
important to note that K'f is being used because the pH of the system is being adjusted 
and controlled by adding a buffer. The stability constant at a particular pH is described 
by Kf/a, in which a is the fraction of the polyaminopolycarboxylic acid present in its 
completely deprotonated form. The value of alpha is different for each acid and may be 
calculated from the ionization constants of the acid at a fixed pH.14 The expression for 
K'f follows, where Q represents the concentration of excess or uncomplexed ligand: 
K'f = 1ML1 
[M+x] Cj 
The concentration of excess ligand may be determined by, where V represents volume 
and M represents molarity: 
CT= V(ligand) M(ligand)- V(metal) M(metal) 
total solution volume 
The concentration of the metal ligand complex may be determined by: 
[ML] = V(metal)M(metal) 
total solution volume 
D. Proposed Study 
The current study involves two parts: 1) the synthesis of polyaminopolycarboxylic 
acid ligands that are related to EDTA in structure and 2) the synthesis of coordinated 
complexes with various metals and the determination of their respective stability 
constants. Three ligands have been the focus of this study: 1,3-propylenediamine-
14 
tetraacetic acid (1,3-PDTA), 1,3-propylenediamine-tetrapropionic acid (1,3-PDTP) and 
ethylenediaminetetrapropionic acid (EDTP) (figure 2). The EDTA ligand structure has a 
two carbon amino backbone, and the carboxylic arms consist of acetic acid groups, which 
consist of two carbons. When EDTA binds to a metal center, five-membered chelate 
rings form with both the amino backbone and each carboxylic arm. By varying the 
length of the amino backbone and carboxylic arms of the ligands in this study, the chelate 
rings formed with the metal centers will consist of five-and six-membered rings. For 
example, 1,3-PDTA will form a six-membered chelate ring with the amino backbone and 
metal center. The carboxylic arms, however, will form four five-membered rings with 
the metal center. 1,3-PDTP will form five six-membered rings with the metal center. 
EDTP will form a five-membered ring with the amino backbone and four-six-membered 
rings with the carboxylic arms. 
EDTA has the ability to form coordination complexes with a wide variety of 
metals. With first row transition metal ions, complexes with EDTA exhibit a near 
octahedral geometry because the radii of the metal ions are small enough that the EDTA 
can encapsulate the metal center. However, EDTA complexes with metal ions of the 
larger second row transition metals and lanthanides exhibit a"half-moon" geometry with 
a near C4 axis because the ionic radii of these ions are so large that EDTA cannot 
completely encapsulate the metal center. Thus, an octahedral geometry cannot be 
attained. The transition metal ions chosen for investigation in this study are copper(II), 
cobalt(III), nickel(II) and iron(III). When these metals form complexes with the 
polyaminopolycarboxylic acid ligands, the color of the resulting complex in solution is 
d i f f e r e n t f r o m the l igand and meta l n i t r a t e s o l u t i o n s . 
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EDTA 
HOOC 
HOOC 
2 carbon arm 
2 carbon backbone 
COOH 
COOH 
HOOC 
2 carbon arm HOOC 
1,3-PDTA 
HOOC 
3 carbon arm 
1,3-PDTP 
3 carbon backbone 
COOH 
COOH 
3 carbon backbone 
COOH 
COOH COOH 
COOH 
HOOC 
3 carbon arm 
EDTP 
2 carbon backbone 
COOH 
COOH 
Figure 2. Structures of polyaminopolycarboxylic acids 
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While some of these color changes can be detected with the naked eye, some changes are 
subtle. For this reason, each complex will be analyzed using UV-Vis spectrometry. 
Stability constants of EDTA complexes have been published. For this reason, 
coordination complexes of EDTA will be synthesized and used as a basis of comparison 
for the complexes synthesized with the other ligands. The stability of each metal-ligand 
combination will be determined electrochemically. Potentiometry, as described in the 
previous section, is the electrochemical method of choice in this experiment. The 
calculated stability constants will permit determination of which combinations of metals 
and ligands are the most stable. 
II. EXPERIMENTAL 
A. Synthesis of Ligands 
1. 1.3-Propvlenediaminetetraacetic Acid 
280 g of monochloroacetic acid was added to a 1000 mL Erlenmeyer flask 
containing 150 mL of deionized water. The solution was stirred until all of the 
solid dissolved. In a separate 1000-mL beaker, 500 mL of deionized water was 
cooled in an ice bath. To the cooled water, 336 g of potassium hydroxide was 
added in increments of 40 g due to the exothermic nature of the reaction. Once all 
of the potassium hydroxide had dissolved, it was poured into a 500-mL separatory 
funnel. The flask of monochloroacetic acid was placed into an ice bath and was 
cooled to 10 °C. A stir bar was placed in the solution, and the entire ice bath was 
put on a stir plate so the solution was adequately stirred. While monitoring the 
temperature to ensure that the temperature never exceeded 20 °C, the potassium 
hydroxide solution was added dropwise over a period of two hours. Once the 
potassium hydroxide had been completely added, 42 mL of 1,3-diaminopropane 
was added carefully. The solution turned a pale yellow color. It was left to stir 
on the stirring plate overnight. The solution was then left uncovered for 7 days to 
allow the reaction to go to completion. 
After 7 days, some white powder and crystals had formed on the bottom of 
the flask. They were removed using vacuum filtration. The filtrate was then 
separated into two, by pouring roughly half into a clean 1000-mL flask. 
17 
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A stir bar was put into the flask, and the flask was placed into an ice bath and put 
on the stirring plate. Once the solution had been cooled to 15 °C, concentrated 
sulfuric acid was added dropwise until a pH of 2 was reached. The solution 
gradually became cloudy white. It was acidified until a pH of 2 was reached. The 
white solid that had formed was filtered using vacuum filtration and determined to 
be K2S04. TO the mother liquor, 15 mL of hydrochloric acid was added and the 
solution was refridgerated for 2 days. After 2 days, there were some crystals in 
the bottom of the flask. These were filtered and washed with cold water and 
ethanol. The yield was 3.5 g, or 4%. The 13C NMR showed four carbon peaks at 
170 ppm, 59 ppm, 57 ppm and 17 ppm. 
A slightly different approach was taken when acidifying the second half of 
the reaction. The flask was put in an ice bath, and the solution was allowed to cool 
down to 15 °C before any acid was added. After cooling down, a white 
precipitate formed. Since the solution was basic (pH=10), the target acid could 
not be what was falling out of solution, so the solid was filtered. To the mother 
liquor, concentrated hydrochloric acid was added dropwise. Once the pH of the 
solution reached about 2, the solution was refridgerated to grow crystals. After 
one week, the many white crystals that had formed were separated by vacuum 
filtration and washed with approximately 300 mL of cold deionized water. Then, 
the solid was rinsed with a small amount of ethanol. The crude yield was 50.25 g, 
or 66%. The material was then washed with hot water to remove impurities and 
any leftover starting material. The melting point of the sample was 235-240 °C, 
with decomposition. The sample was analyzed using I3C NMR. Four carbon 
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signals with shifts of 170 ppm, 59 ppm, 57 ppm, and 18 ppm indicate that four 
different types of carbon exist. 
2. 1.3-Propylenediaminetetrapropionic Acid 
71 g of 3-chloropropionic acid were transferred to a 500-mL Erlenmeyer 
flask. 75 mL of deionized water was added to the flask and stirred until the solid 
completely dissolved. The flask was cooled in an ice bath. 43.5 g of sodium 
hydroxide were transferred to a 250-mL beaker. The beaker was placed in an ice 
bath while 80 mL of deionized water were slowly added. Once the sodium 
hydroxide had completely dissolved and the temperature of the solution reached 
20 °C, a 50-mL buret was set up so that the sodium hydroxide could be added 
dropwise to the 3-chloropropionic acid solution. The flask was kept in an ice bath 
while the base was added, and care was taken to never exceed 20 °C. Once the 
base had been added, 10 mL of 1,3-diaminopropane was added with a 10-mL 
pipet. The solution was then stirred for 1.5 hours. At this time, the solution was 
pale yellow in color. The solution was left uncovered for 18 days. 
During this period of time, the color of the solution changed to a bright 
orange color. There appeared to be two layers in the flask. The bottom layer was 
very viscous and looked like syrup. The top layer was still very much a liquid. 
The top layer was decanted into a separate flask. The flask with the decanted 
solution was cooled in an ice bath. The solution was then acidified to a pH of 2 
using concentrated hydrochloric acid. The total volume of HC1 needed to reach a 
pH of 2 was between 30-40 mL. When the pH of 2 was reached, a solid had 
formed inside the flask. The solution was no longer orange, but the precipitate 
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filled the flask and was off-white in color. The precipitate was removed by 
vacuum filtration. The remaining liquid was yellow in color. The precipitate was 
washed with 100 mL of ethanol. The precipitate was filtered by vacuum filtration 
once again and rinsed with a small amount of cold deionized water. 
After allowing the solid to dry completely, it was recrystallized to remove 
impurities. During the recrystallization, a total of 105 mL of warm deionized 
water and 20 mL of warm ethanol were required to completely dissolve the solid. 
The mixture was stirred to get the solid to dissolve and a brown gum aggregated 
around the spatula and was removed. A hot filter was done to remove particulate 
matter. When the volume of the solution was reduced by half, it was removed 
from the hotplate and let set for about 2 minutes. Then, the dish was placed in an 
ice bath. After about 5 minutes, crystals formed. The remaining solution was 
filtered off using vacuum filtration. The crystals were allowed to air dry. The 
yield was 16.7 g, or 38%. 
The melting range of the product was determined to be 70-74° C. The 
product was characterized by 13C NMR spectroscopy. The 13C NMR indicated 
that five different types of carbon were present in the sample. The shifts of these 
peaks occurred at 177 ppm, 50 ppm, 49 ppm, 30 ppm and 18 ppm. 
3. Ethvlenediaminetetrapropionic Acid 
In a 1000-mL flask, 142 g of 3-chloropropionic acid and 150 mL of 
deionized water were mixed. The solid acid was allowed to dissolve completely. 
In a separate 500-mL beaker, 123 g of potassium hydroxide was slowly mixed 
with 250 mL of deionized water. This procedure was done in an ice bath because 
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the reaction of water with potassium hydroxide is extremely exothermic. This 
solution was allowed to cool to 10 °C. Once the solution was cooled, it was 
poured into a separatory funnel, so that the rate of addition of the base to the acid 
could be controlled. The acid solution was put in an ice bath, and the potassium 
hydroxide solution was added drop-wise so that the temperature of the resulting 
solution did not exceed 20 °C. 
After all of the base was added, 14 mL of ethylenediamine was added 
using a graduated pipet. The solution was allowed to stir for the next hour. After 
10 minutes of stirring, the solution turned from a dark gold color to a dark red 
color. After setting 6 days uncovered, the solution was acidified with 12 M 
hydrochloric acid until a pH of 2 was reached. The solution was left to evaporate 
uncovered. After fourteen days, the volume of the solution had been significantly 
reduced, and large crystals began to cover the bottom of the flask. These were 
removed by vacuum filtration and were determined to be potassium chloride. The 
solution was left to set for another 30 days. The solution seemed to stop 
evaporating, so 15 mL of additional 12 M hydrochloric acid was added. 100 mL 
of deionized water was also added. The solution was very viscous and thick. The 
solution was transferred to a 250-mL beaker to aid in quicker evaporation. It was 
left to sit uncovered in the hood for another 14 days. Small powder-like crystals 
began covering the bottom of the flask. These were filtered by vacuum filtration. 
The filtrate was returned to the beaker to evaporate further. The crystals were 
washed with deionized water and ethanol. The crystals appeared to be light peach 
in color, so recrystallization was done to improve the purity. For the 
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recrystallization, 60 mL of deionized water and 60 mL of ethanol was heated in a 
recrystallization dish. The solid was added, and it was stirred manually to 
dissolve. The solution was peach in color. The solution was evaporated to half of 
its original volume. Then, the solution was put in an ice bath and crystals began 
to form. They were filtered from the little solution that was remaining. The 
crystals were white in color. The yield was 0.92 g, or 1 %. 
The crystals were analyzed using melting temperature and 13C NMR. The 
melting temperature was 204-212 °C. There were four signals, representing four 
types of carbon in the ligand. The chemical shifts of these signals were 174 ppm, 
50 ppm, 48 ppm, and 28 ppm. 
B. Synthesis of the Complexes 
Stock solutions of 1,3-PDTA, 1,3-PDTP and EDTA were prepared in 100-mL 
volumetric flasks with a concentration of 0.05 M. Due to the small amount of 
EDTP isolated, the volume of the ligand stock solution was reduced to 52 mL, at 
the same concentration of the other ligands, 0.05 M. Therefore, the complexes of 
EDTP were prepared with 13 mL of ligand and 13 mL of the metal nitrate 
solutions. 5 mL of phosphate buffer were added to these complexes. The pH of 
each ligand solution was adjusted to 7 using 6 M sodium hydroxide. 
1. Cobalt Complexes 
A 100-mL stock solution of 0.05 M cobalt(II) nitrate was prepared by 
dissolving 1.46 g of cobalt(II) nitrate in 100 mL of deionized water in a 
volumetric flask. The solution was light pink in color. Twenty-five mL of 
this solution was pipetted into a 150-mL beaker. Twenty-five mL of one 
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ligand solution was also pipetted into the beaker. Ten mL of a phosphate 
buffer was also added. Oxygen was bubbled through each cobalt-ligand 
solution for 20 minutes in order to promote oxidation of cobalt(II) to 
cobalt(III), before the phosphate buffer was added. 
The cobalt-1,3-PDTA solution was pale pink and slightly cloudy 
when both the cobalt(II) nitrate and ligand were added together initially. 
After 20 minutes of bubbling oxygen through the solution, there was little 
noticeable change in the appearance. When the phosphate buffer was 
added, no noticeable change in the color of the solution was observed. 
The cobalt-1,3-PDTP solution was pale pink as well when both the 
cobalt(II) nitrate and ligand were added together, but this solution was 
clear. After 20 minutes of bubbling oxygen through the solution, there 
was little noticeable change in the appearance. When the phosphate buffer 
was added, the solution turned a pale lilac color immediately, and solid 
formed and settled to the bottom of the beaker. 
The cobalt-EDTA solution immediately turned a dark magenta 
pink color when the cobalt(II) nitrate and ligand were added together. 
After 20 minutes of bubbling oxygen through the solution, the solution 
was a very dark pink-purple color. When the phosphate buffer was added, 
the pink color persisted. After the solution set over time open to the 
atmosphere, the solution turned very dark purple. 
The complex of cobalt-EDTP turned a magenta pink as soon as the 
cobalt(II) nitrate and ligand solutions were added together. Oxygen was 
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bubbled through the solution for 20 minutes, and the buffer was added. 
The color persisted. 
2. Copper Complexes 
A 100-mL stock solution of 0.05 M copper(II) nitrate was prepared 
by dissolving 1.21 g of copper(II) nitrate in 100 mL of deionized water in 
a volumetric flask. The solution was light blue in color. Twenty-five mL 
of a ligand was pipetted into a 150-mL beaker. Twenty-five mL of the 
metal nitrate solution was also pipetted into the beaker. Ten mL of a 
phosphate buffer was also added. 
The copper-1,3-PDTA solution turned to a deep turquoise color 
immediately as the copper(II) nitrate and 1,3-PDTA were added together. 
The solution was clear. It was an obvious color change from the 
copper(II) nitrate stock solution. There was no visible change when the 
phosphate buffer was added. 
The copper-1,3-PDTP solution also turned a deep turquoise color 
as soon as the copper(II) nitrate and 1,3-PDTP were added together. 
The solution was also clear. There was no visible change in the 
appearance after the phosphate buffer was added. 
The copper-EDTA solution turned a deep turquoise color 
immediately as well. When the colorless ligand was added to the beaker 
with pale blue copper(II) nitrate, the color change was very intense. The 
solution was clear. When the phosphate buffer was added, no visible 
change was apparent. 
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The copper-EDTP solution turned a bright royal blue color 
immediately when the ligand and copper(II) nitrate were added together. 
When the phosphate buffer was added, no color change was observed. 
3. Iron Complexes 
A 100-mL stock solution of 0.05 M iron(III) nitrate was prepared 
by dissolving 2.02 g of iron(III) nitrate in 100 mL of deionized water in a 
volumetric flask. The solution was bright yellow in color. Twenty-five 
mL of this solution was pipetted into a 150-mL beaker. Twenty-five mL 
of one ligand solution was also pipetted into the beaker. Ten mL of a 
phosphate buffer was also added. 
The iron-1,3-PDTA solution turned a very cloudy pale yellow 
immediately after the iron(III) nitrate was added to the 1,3-PDTA solution. 
The cloudiness indicates a precipitate was formed. When the phosphate 
buffer was added, the solution turned from cloudy to clear yellow. 
The iron-1,3-PDTP solution turned a bright red-orange 
immediately after the iron(III) nitrate was added to the 1,3-PDTP. The 
solution was clear. After 24 hours, a gelatinous red-orange precipitate 
falls out of solution. If phosphate buffer is added to the solution, the red-
orange color is replaced by a pale yellow color with the formation of a 
precipitate, indicated by the cloudiness of the solution. 
The iron-EDTA solution is a bright yellow color. It seems to have 
more of a green undertone than the blank. Visually, the color is not 
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significantly different from the blank. When the phosphate buffer is 
added, there is no noticeable change in appearance. 
When EDTP and iron(III) were added together, the solution turned 
a bright red-orange color immediately. After about 10 minutes, the color 
changed to a yellow-orange color, and after 20 minutes, the solution was 
yellow and clear. After the phosphate buffer was added, the solution 
began to get cloudy, but it remained yellow. 
4. Nickel Complexes 
A 100-mL stock solution of 0.05 M nickel(II) nitrate was prepared 
by dissolving 1.45 g of nickel(II) nitrate in 100 mL of deionized water in a 
volumetric flask. The solution was pale green in color. Twenty-five mL 
of this solution was pipetted into a 150-mL beaker. Twenty-five mL of 
one ligand solution was also pipetted into the beaker. Ten mL of a 
phosphate buffer was also added. 
The nickel-1,3-PDTA solution turns a pale aquamarine color upon 
adding nickel(II) nitrate to 1,3-PDTA solution. It is clear and has more 
blue coloring than the nickel(II) nitrate stock solution. Adding phosphate 
buffer did not change the appearance of the solution. 
The nickel-1,3-PDTP solution turns a slightly cloudy pale green 
immediately after the nickel(II) nitrate and 1,3-PDTA are added together. 
The color of the solution is not visually significantly different from the 
nickel(II) nitrate stock solution. The addition of the phosphate buffer did 
not change the appearance of the solution. 
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The nickel-EDTA solution turns a royal blue color immediately 
after the nickel(II) nitrate and EDTA are added together. The solution is 
also clear. The addition of the phosphate buffer does not change the 
appearance of the solution. 
The nickel-EDTP solution turned a pale aquamarine color, similar 
to nickel-1,3-PDTA but more intense. When the phosphate buffer was 
added, there was no observable change. 
C. NMR Parameters 
The FT-NMR instrument used in these experiments is a JEOL 
500 Mhz. The samples were prepared in 6 jaL of deuterium oxide as the lock 
solvent. The solid acids did not readily dissolve, so 2 drops of 6 M sodium 
hydroxide were also added to deprotonate the acid. The 13C samples were 
scanned from 0 to 200 ppm. Each sample was scanned 1000 times. 
D. Electrochemical Methods 
In preparing for the measurement of the potential of the ligand-metal 
solution, stock solutions were prepared in the concentration of 0.05 M for each of 
the ligands: 1,3-PDTA, 1,3-PDTP, EDTP and EDTA. The pH of each ligand 
solution was adjusted to 7 using 6 M sodium hydroxide. Each of the metal 
nitrates was prepared in the concentration of 0.05 M. To ensure that most of the 
metal ions were bound by the ligand, excess ligand solution was added. Twenty-
five mL of the ligand solution is pipetted into a 150 mL beaker. Then, fifteen mL 
of a metal nitrate solution was pipetted into the same beaker. Ten mL of 
phosphate buffer of pH 6.7 was pipetted into the beaker as well. A saturated 
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calomel electrode was plugged into a Fischer Accumet pH meter and placed into 
the solution. The working electrode, consisting of the metal corresponding to the 
metal in the metal nitrate, was attached to a copper wire that was then connected 
to the pH meter. The working electrode was placed in the solution in the beaker. 
The pH meter was put into the millivolt measure mode. The potential of the 
solution was then read off of the pH meter. Each metal and ligand combination 
was measured electrochemically. 
E. UV-Vis Parameters 
The UV-Vis used is a Shimadzu UV-2101 PC. Quartz cuvettes were used. Each 
sample was measured against a blank of deionized water. The samples were 
scanned from 350 nm to 850 nm. A sample of each metal nitrate and phosphate 
buffer was also run as a basis of comparison. 
III. RESULTS AND CONCLUSIONS 
A. Organic Syntheses 
Before beginning the synthesis of the ligands, the literature was consulted. For 
the synthesis of the 1,3-PDTA, three synthetic procedures were tested: Dwyer and 
Garvan15, Tanaka and Ogino16, and Weyh and Hamm17. The primary differences in these 
procedures were rate of addition of substrate, temperature of reaction, time period of 
reaction, and method of recovery of product. For the synthesis of the EDTP ligand, two 
literature preparations were found: Van Suan and Douglas18: and Martell and Chaberek19. 
Only the procedure by Van Suan and Douglas was tested because the procedure by 
Martell and Chaberek resulted in very low yields. For the synthesis of 1,3-PDTP, no 
previous literature preparations were found. After testing the literature preparations, a 
general synthetic procedure for all three ligands was developed. 
This general procedure consists of neutralizing either chloroacetic acid or 
chloropropionic acid with potassium hydroxide dropwise, while cooling in an ice bath. 
The substrate (either ethylenediamine or 1,3-diaminopropane) is added slowly with good 
stirring. The temperature must be below 20 °C and was maintained at 10 °C so that 
deprotonated chloroacetic or chloropropionic acid does not dimerize. In order to ensure 
reaction completion, the solution is left uncovered for at least 7 days, and longer if time 
permits. The solution is cooled to below 20 °C and acidified to a pH of 2 with 12 M 
hydrochloric acid. If the product did not precipitate after reaching a pH of 2, the solution 
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was placed in the fridge for several days. If no crystals were observed, then the product 
was left uncovered to evaporate until the product precipitated from the solution. Since 
the products are not soluble in ethanol, it was used as a washing solvent. The results 
from the synthetic procedure described above are given in Tables 2 and 3. 
Table 2. Percent Yields and Melting Points for Synthetic Products 
Ligand % Yield (exp) % Yield (lit) Melting Point (exp) Melting Point (lit) 
1,3-PDTA 66% 82% 15 235-240 °C 236 °C 15 
1,3-PDTP 38% 70-74 °C 
EDTP 1% 15% 18 204-212 °C 190-195 °C 18 
The percent yield of 1,3-PDTA is lower than the literature value. However, the 
percent yield may be explained by the work-up of the first half of the reaction with 
sulfuric acid instead of hydrochloric acid. When sulfuric acid is used, it is difficult to 
separate the product from the large amount of potassium sulfate by-product. Thus, the 
yield of that half of the reaction was 4%, compared to a 66% yield when acidifying the 
solution with hydrochloric acid. The melting range that was found experimentally 
compares favorably with the literature value. The 38% yield for 1,3-PDTP could not be 
compared to literature since it has not been previously synthesized. The melting range is 
narrow enough to assume few impurities were present. The percent yield for EDTP is 
also lower than found in the literature. However, the percent yield in the literature is low 
compared with that of 1,3-PDTA. The EDTP melting range determined experimentally is 
b r o a d i n d i c a t i n g t h a t s o m e i m p u r i t i e s a re p r e s e n t . 
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Table 3 includes data from 13C NMR analysis. The peaks have been assigned according 
to each type of carbon represented in the molecule. 
Table 3.13C NMR Characterization for Synthetic Products 
Ligand 13C NMR Signals 
EDTA 
171 ppm (carbon of carboxylic acetic group) 
58 ppm and 52 ppm (one CH2 in backbone, one CH2 in arm) 
1,3-PDTA 
170 ppm (carbon of carboxylic acetic group) 
59 ppm and 57 ppm (one CH2 in backbone, one CH2 in arm) 
18 ppm (one CH2 in backbone) 
1,3-PDTP 
177 ppm (carbon of carboxylic propionic group) 
50 ppm and 49 ppm (one CH2 in backbone, one CH2 in arm) 
30 ppm (one CH2 in arm) 
18 ppm (one CH2 in backbone) 
EDTP 
175 ppm (carbon of carboxylic propionic group) 
50 ppm and 48 ppm (one CH2 in backbone, one CH2 in arm) 
29 ppm (one CH2 in arm) 
The 13C spectra for the ligands and EDTA may be found in figures 3 (EDTA), 4 
(1,3-PDTA), 5 (1,3-PDTP) and 6 (EDTP). The peaks at 170 and 171 ppm are assigned to 
the carbons of the carboxylic acid in the acetic groups of 1,3-PDTA and EDTA. The 
peaks at 175 and 177 ppm are assigned to the carbon of the carboxylic acid in the 
propionic groups of 1,3-PDTP and EDTP. The peaks between 59 and 48 ppm are 
assigned to the carbons that neighbor nitrogens, either in the backbone or in the arm, in 
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Figure 4. 13C NMR of 1,3-PDTA 
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Figure 5. 13C NMR of 1,3-PDTP 
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Figure 6. 13C NMR of EDTP 
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all three ligands and EDTA. The peak at 18 ppm is assigned to the middle carbon in the 
propylene backbone in 1,3-PDTA
 a n ( j 1,3-PDTP. The peaks at 29 and 30 ppm are 
assigned to the remaining carbon in the propionic groups of the arms in 1,3-PDTP
 and 
EDTP. 
B. Inorganic Complexes 
1. Cobalt Complexes 
The most common oxidation states of cobalt in coordination chemistry are 
cobalt(II) and cobalt(III). Cobalt(II) generally prefers to form complexes with simple 
ligands that bond in a monovalent fashion. When more complex ligands are present, the 
metal is more likely to be oxidized to form cobalt(III). The usual preparation of 
cobalt(III) complexes in aqueous solution uses cobalt(II) salts, the desired ligand, and 
either air or hydrogen peroxide, to promote oxidation. Cobalt(III) bonds especially well 
to nitrogen donors such as ammonia, nitro groups and amines.20 When paired with 
complex ligands like polyaminopolycarboxylic acids, cobalt(III) is much more likely to 
form stable complexes than cobalt(II). 
UV-Vis spectroscopy was used to determine whether complexation had occurred. The 
UV-Vis spectrum of cobalt(III) complexed with EDTA, EDTP, 1,3-PDTA and 1,3-PDTP 
is shown (figure 7). For comparison purposes, a sample of cobalt nitrate with phosphate 
buffer is also presented. The cobalt(II) reference showed two peaks, one at 300 nm and 
one at 509 nm. The peak occurring around 300 nm only varied in intensity for the blank 
and each of the complexed species. The peak occurring in the 500 nm range showed 
much greater variation. The most significant peak shift occurred with the [Co(EDTA)]"1 
species at 465.5 nm. 
UV-Vis of Cobalt Complexes 
Wavelength (nm) 
Figure 7. UV-Vis spectra of cobalt complexes 
u> 
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The [Co(EDTP)]1 peak was at 505 nm. The [Co( 1,3-PDTA)]1 species was at 510.5 nm, 
and the [Co( 1,3-PDTP)]1 peak was at 515.5 nm. 
The observable colors of the [Co(EDTP)] \ [Co(l,3-PDTA)|1 and 
[Co( 1,3-PDTP)]"1 were difficult to distinguish from the blank. The color of the 
[Co(EDTA)]1 was definitely a darker magenta color, and it has been established in the 
literature that [Co(EDTA)]1 complexes are stable once formed. Potentiometry was used 
to determine the relative stability of these complexes. The order of stability of the 
cobalt(II) complexes analyzed is as follows: |Co(EDTA)| '> [Co(EDTP)] '> [Co( 1,3-
PDTA)] !> [Co( 1,3-PDTP)] \ Table 4, shown below, presents the peak maxima as well 
as the calculated stability constants for each metal-ligand complex investigated. 
Table 4. Cobalt(III) Complexes' Maximum UV-Vis Peaks and Stability Constants 
Metal-Ligand Complex UV-Vis Peak Maxima Stability Constant 
Cobalt(II) reference 300 nm, 509 nm 
[Co(EDTA)]1 294 nm, 465.5 nm 2.38 x 1039 
[Co( 1,3-PDTA) ] ' 297 nm, 510.5 nm 2.55 x 1034 
[Co( 1,3-PDTP)]1 300 nm, 515.5 nm 1.21 x 1029 
[Co(EDTP)]1 301 nm, 505 nm 2.03 x 1036 
The literature value for the complex of [Co(EDTA)]"1 is 1036.14 The experimental 
values for [Co(EDTA)]1 compare favorably with that of the literature value. The results 
from the calculations above indicate that the complexes of ligands with an 
ethylenediamine backbone (EDTA and EDTP) are more stable than the complexes of 
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ligands with a propylenediamine backbone (1,3-PDTA and 1,3-PDTP). It also suggests 
that of the ligands with ethylenediamine backbones, the one with acetic arms (EDTA) is 
more stable than the one with propionic arms (EDTP). 
2. Copper Complexes 
In coordination chemistry, copper(I) and copper(II) are the most common 
oxidation states of this metal. Copper(II) exhibits Jahn-Teller distortions in the 
complexes it forms, with the 2 axial positions of the 6-coordinate geometry further from 
the metal center than the 4 equatorial planar positions.21 When copper(II) binds to 
bidentate ligands, such as ethylenediamine, an intensely blue color is observed. This 
intense blue color was observed in all of the complexes investigated in the current study. 
In determining exactly how alike or different the color changes were, UV-Vis 
spectroscopy was used to compare each of the complexes to a solution of copper(II) 
nitrate with phosphate buffer (figure 8). 
The maximum peak observed for the blank is at 810 nm. The [Cu(EDTP)]2 
complex shifted to the greatest extent with a maximum observed at 698 nm. The other 
three complexes, [Cu(EDTA)]2, [Cu( 1,3-PDTA)]2 and [Cu(l,3-PDTP)12, shifted 
noticeably from the blank; they simply shifted to approximately the same degree, with 
maxima of 732 nm, 724 nm and 734 nm, respectively. The dramatic shifts indicated that 
complexation had occurred for all of the copper(II) polyaminopolycarboxylic acids 
studied. Table 5, shown below, lists the UV-Vis peak maxima and stability constants. 
The extent to which each of these complexes is stable was determined from the 
potentiometric experiments. The relative order of stability of these complexes is as 
UV-Vis of Copper Complexes 
Wavelength ( n m ) 
Figure 8. UV-Vis spectra of copper complexes 
41 
follows: [Cu(EDTP)]2 > [Cu(EDTA)]2 > [Cu( 1,3-PDTA)]2 > [Cu( 1,3-PDTP)] 2. The 
value found in the literature for the stability of [Cu(EDTA)]"2 is 1016. The value that was 
calculated for the [Cu(EDTA)]2 complex from our experimental data is 1.49xl08. The 
concentration of our solutions was half (0.05 M) of what the concentrations in the 
literature were evaluated (0.10 M). 
Table 5. Copper(II) Complexes' Maximum UV-Vis Peaks and Stability Constants 
Metal-Ligand Complex UV-Vis Peak Maxima Stability Constant 
Copper(II) reference 810 nm 
[Cu(EDTA)]2 732 nm 1.49 x 108 
[Cu( 1,3-PDTA)] 2 724 nm 1.35 xlO5 
[Cu( 1,3-PDTP)]2 734 nm 2.63 x 104 
[Cu(EDTP)]2 698 nm 1.28 x 1010 
These results indicate that ligands with an ethylenediamine backbone (EDTA and 
EDTP) are more stable than those with a propylenediamine backbone (1,3-PDTA and 
1,3-PDTP). Furthermore, of the ligands with an ethylenediamine backbone, the ligand 
with propionic arms (EDTP) is more stable than with acetic arms (EDTA). 
3. Iron Complexes 
Iron(III) usually forms octahedral complexes and tend to be stabilized by 
anionic ligands. Its greatest affinity is for oxygen donors as in phosphates, citrates and 
the oxygen anions on the acetic arms of EDTA.22 The color changes observed in the 
iron(III) complexes with polyaminopolycarboxylic acids are typically a slight variation 
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from the already intense yellow color of iron(III) nitrate. In the case of 1,3-PDTP, the 
color change observed is a deep red-orange. When the complex was left uncovered 
overnight, a red-orange gelatinous solid was observed. The color and texture is very 
different from the brown-red color of iron hydroxide. When EDTP is combined with 
iron(III), the solution is the same deep red-orange immediately after adding the two 
solutions together. However, within twenty minutes, the solution turned yellow. It 
remained yellow and began to get cloudy after the phosphate buffer was added. The 
cloudiness of the solution seems to have compromised the accuracy of the potential 
measurement. Therefore, no stability information is available for this complex. UV-Vis 
spectroscopy was used to observe shifts of the peaks to indicate complexation. However, 
the intensities of the solutions were very high, and in some cases, no peaks could be 
distinguished. The UV-Vis spectra is shown because it does show a considerable shift in 
the case of the [Fe(l,3-PDTP)]1 solution (figure 9). The discernable peak maxima and 
stability constants are tabulated below in Table 6. 
Table 6. Iron(III) Complexes' Maximum UV-Vis Peaks and Stability Constants 
Metal-Ligand Complex UV-Vis Peak Maxima Stability Constant 
Iron(III) reference 
[Fe(EDTA)]1 3.72 x 1017 
[Fe(l,3-PDTA)]1 457 nm 5.94 x 1017 
[Fe( 1,3-PDTP)]1 299 nm 3.98 x 1019 
[Fe(EDTP)]1 
UV-Vis of Iron Complexes 
i£> <£ t£> o? cP i? l? t? i® b? bP 4$ o? t£> oP -i0 v1 v t v f T y T y T ^ » i ( P < j ° y ^ e 5 y' rf1 a5 r r ^r 
Wavelength (nm) 
Figure 9. UV-Vis spectra of iron complexes 6 
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The relative order of stability seems to be [Fe( 1,3-PDTA)]"1 > [Fe( 1,3-PDTA)]1 > 
[Fe(EDTA)]'1. It might be suggested that the oxygen donors in the propionic arms play 
an important role in the stability of the [Fe( 1,3-PDTP)]"1 complex. Though the acetic 
arms also have oxygen donors, it seems that the longer propionic arms play a role in 
stability in the case of iron(III) complexes. 
4. Nickel Complexes 
The primary oxidation state of nickel is nickel(II). Nickel(II) may form an 
octahedral complex but does not accommodate more than six ligands. Nickel(II) forms 
salts green salts with various ligands, such as nickel(II) nitrate.23 When bound with the 
polyaminopolycarboxylic acids in this study, the nickel-ligand solutions ranged from 
green to royal blue in color. UV-Vis spectroscopy was used to determine quantitatively 
the differences in the colors observed, and the measurements included a nickel(II) 
reference with phosphate buffer (figure 10). In addition, stability constants were 
calculated from the potentiometric experiments conducted. The UV-Vis peak maxima 
and stability constants are listed in Table 7. 
Table 7. Nickel(II) Complexes' Maximum UV-Vis Peaks and Stability Constants 
Metal-Ligand Complex UV-Vis Peak Maxima Stability Constant 
Nickel(II) reference 299 nm, 389 nm 
[Ni(EDTA)]2 299 nm, 375 nm 9.66 x 108 
[Ni( 1,3-PDTA)]"2 299 nm, 382.5 nm 3.71 x 105 
[Ni( 1,3-PDTP)]-2 299 nm, 392 nm 5.48 x 105 
[Ni(EDTP)]2 299 nm, 373 nm 1.07 x 107 
UV-Vis of Nickel Complexes 
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Ni-EDTA 
Ni-EDTP 
Ni-PDTA 
Ni-PDTP 
250 270 290 310 330 350 370 
Wavelength ( n m ) 
390 4 1 0 4 3 0 4 5 0 
Figure 10. UV-Vis spectra of nickel complexes £ 
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The relative order of stability of these complexes is: [Ni(EDTA)]2 > 
[Ni(EDTP)] 2 > [Ni( 1,3-PDTP)]2 > [Ni( 1,3-PDTA)] 2. In this case, the ligands with 
ethylenediamine backbones (EDTA and EDTP) are more stable than those with 
propylenediamine backbones (1,3-PDTA and 1,3-PDTP). The most stable of the ligands 
with ethylenediamine backbones is the ligand with acetic arms (EDTA). 
The ethylenediamine backbone appears to play a more important role in 
determining the stability of the complexes with cobalt(II), copper(II) and nickel(II). 
However, the ligands with the propylenediamine backbone appear to be more stable with 
iron(III) than those with the ethylenediamine backbone. 
IV. FUTURE WORK 
The study of polyaminopolycarboxylic acids and their complexes will be 
continued with the synthesis of additional ligands, such as diethylenetriamine-
pentapropionic acid (DTPP). The complexes of the new ligand will be compared with 
complexes of diethylenetriaminepentaacetic acid (DTPA) and with the data generated in 
this study to draw further conclusions about these systems. In addition, the ligands 
synthesized in the current study will be studied in complexes with other larger metals, 
such as europium and samarium. 
Molecular modeling will also be performed on the metal-ligand complexes in this 
study as well as those complexes that have not yet been synthesized. Molecular 
modeling will help determine which bonding possibilities of these ligands and metals 
have the lowest energy and which metals and ligands are most likely to form complexes. 
If crystals of these complexes can be grown and isolated, x-ray crystallography will be an 
additional method of analysis applied to the complexes synthesized, as well as future 
complexes. X-ray crystallography will allow determination of bonding angles and 
geometries. 
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